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ABSTRACT
An interest in the problem of the thermodynamics of mixed solvent 
systems has resulted in the study of the galvanic cell, H^| HCl(m)| AgCl-Ag, 
in monoglyme-water mixtures at four temperatures and in acetonitrile- 
water mixtures at two temperatures.
Ten solutions ranging in hydrochloric acid concentration from 0.1
to 0.001 molal were studied for each solvent system and at each
temperature. The E° values were evaluated for each system by extra-
2rtpolation of the curve formed by plotting the quantity ~p- ln 111
1/2versus m . The extrapolation was carried out with the use of a 
polynomial curve fitting program which utilized the Teast squares 
technique. By means of the LaMer-Gronwall extension of the Debye 
and Huckel theory for symmetrical electrolytes, it was shown that an 
equation analogous to the type used in the polynomial curve fitting 
program can be obtained.
Results in the acetonitrile-water mixtures were not satisfactory 
as a steady state at the hydrogen electrode was not attained. The 
cause of this was thought to be due to the hydrolysis of the acetonitrile 
by hydrogen ion.
The errors in the E° values for the monoglyme-water mixtures 
were estimated to be ±0.2 millivolts for 8.68 and 17.81 percent 
monoglyme mixtures, ±0.4 millivolts, ±1.0 millivolts and ± several 
millivolts for 46.52, 67.03 and 88.80 percent monoglyme mixtures, 
respectively. The mean activity coefficients of hydrochloric acid 
were calculated and within the limits of experimental error followed
vi
the general trends of other mixed solvent systems. The primary and 
secondary medium effects were also evaluated. The relative partial 
molal heat content and heat capacity were evaluated for two systems 
and followed the trends occurring in other mixed solvents.
CHAPTER I 
INTRODUCTION
* In studying chemical equilibria, frequently it is necessary to 
use a mixed solvent system consisting of water and a miscible organic 
solvent to avoid insolubility, hydrolysis, or other complicating feature 
of the reactants and/or products. For example, Sen and Schuman (32) 
while studying chelate formation potentiometrically were forced to 
use a mixed solvent system consisting of acetone and water in order 
to dissolve metal phenyl-2-pyridyl-ketoximates.
The use of mixed solvents in such studies however creates a 
fundamental problem when thermodynamic properties are to be calculated. 
The problem is the result of the choice of the infinitely dilute 
aqueous state as the basis for the standard reference state in solutions 
Normally the thermodynamic properties measured in a given mixed solvent 
system have the reference state defined by the infinitely dilute state 
in the mixed solvent system. Practically speaking it is important to 
know the relative thermodynamic properties in a given mixed solvent, 
but it would be of greater value if there were a means of converting 
the values in the mixed solvent system to values referred to the 
aqueous state.
The research described in this text is part of an overall program 
to determine the means to make such conversions. Although several 
mixed solvent systems have been studied previously it was felt that 
information on systems that contain some of the newer organic solvents 
in common use today would be advantageous and such studies would be 
used as a starting point for embarking on the overall goal of the 
research program.
Several mixed solvent systems have been used in the study of the 
following general cell
H|1 atm.) | HG1 (m) , Organic (X), Water (Y) | AgCl-Ag ...<>1
in which m represents the molality of the hydrochloric acid; X the 
weight percent of the organic solvent; and Y the weight percent of 
water.
The most comprehensive series of measurements of the electromotive 
forces of such cells has been made on dioxane-water mixtures by Harned 
and his co-workers (12-25). References 12-19 and 21-25 contain the 
description of the work while reference 20 presents a general summary 
of all the work.
The cells were studied with 20, 45, 70 and 82 percent dioxane- 
water mixtures as the mixed solvent systems, at hydrochloric acid 
concentrations ranging from 0.001 molal to as high as 3 molal in some 
systems, and at 5°C intervals ranging from 0°C to 50°C. The solvents 
have dielectric constants of approximately 60, 40, 20 and 10. The 
electromotive force measurements were reproducible to within ±0.1 mv. 
with the exception of those of the solutions more concentrated in dioxane. 
Results consistent to within smaller limits (±0.02 mv.) were obtained 
in solutions in which the percentage of dioxane was small. The 
extrapolations necessary to obtain standard electrode potentials were 
carried out by several methods. Two methods were used for the 
extrapolations in the 20, 45, and 70 percent mixtures while a third 
method was necessary to make the extrapolations in the 82 percent 
mixtures. The first method involved the use of the Debye and Hiickel 
limiting equation without the term for the mean distance of approach (19)
and the second employed the Gronwall-LaMer extension of the Debye and 
Huckel theory (12, 17). In the 20 percent solvent system both of these 
methods gave practically the same results (within 0.2mv.) for the 
standard potentials. All extrapolations were made graphically. As 
the dielectric constant of the solvent decreased, which corresponded 
to the increased dioxane percentage, the differences between the results 
of the two extrapolation methods became greater, being as much as 0.7 mv. 
in 45 percent dioxane and as much as 2-3 mv in 70 percent dioxane (14). 
Neither of these methods were suitable for extrapolation purposes in 
the 82 percent dioxane mixtures. A new method was employed which 
utilized ionization data derived from conductance measurements at low 
acid concentrations (25). This new method was necessary for extra­
polation because as the dielectric constant of the medium decreases 
the hydrochloric acid no longer behaves as a strong electrolyte which 
completely dissociates in solution, but behaves as a weak electrolyte.
The authors were unable to estimate the accuracy of this last extra­
polation method.
The electromotive force data was tabulated using an equation of 
the form
E = E25 + aCt"25) + b(t-25)2 ....2
in which E is the cell electromotive force at the centigrade temperature, 
t; Ê cj is the cell electromotive force at 25°C; and a and b are constants. 
The values of a and b were determined by the method of least squares.
The mean activity coefficients were computed at each temperature 
and at rounded concentrations of acid for each solvent system. The 
values decreased with increasing temperature at all concentrations of
acid and for all solvent systems. An extensive analysis of the mean 
actiyity coefficient behavior is given in reference 20 and in the text 
by Harned and Owens (3). It is particularly interesting to examine 
a plot of the logarithm of the activity coefficient versus the root 
molality. This plot provides information concerning ion association in 
the various dioxane mixtures. The most striking characteristic of 
the results is the general agreement of the observed values with those 
predicted by Debye and Huckel equation in solutions of low acid con­
centration. If no ion association takes place, the observed values
(in dilute solutions) lie above the limiting slope of the curve which 
corresponds to the Debye and Huckel law. In the 20 and 45 percent 
dioxane media all values are above the limiting slope; at 70 percent 
the activity coefficients coincide with the limiting values. In the 
82 percent mixtures the activity coefficients are below the limiting 
slope indicating ion association.
The values of the relative partial molal heat content of hydrochloric 
acid, L , were calculated from the electromotive force data. Since the 
values of the mean activity coefficients decreased with increasing 
temperature, the values of were positive in each case. The
calculations were made in the following way. The electromotive force
measurements were first smoothed graphically against concentration, 
and the values were obtained at convenient rounded concentrations.
Then the constants of some suitable functions such as equations (3) 
and (4) were obtained at each concentration by the method of least 
squares.
A plot of experimental values versus root molality indicated an 
increasing tendency for the experimental curves to be higher than the 
limiting values in dilute solutions as the dioxane content of the mixed 
solvent increased. All curves had similar characteristics, a rapid 
rise in dilute solutions followed by a leveling off as the acid 
concentration increased. The accuracy of the values was estimated 
to be ±30 cal. .which is not as good as calorimetric data. The reason 
for such large errors can be understood when it is realized that an 
error of 0.001 mv./deg. in the temperature coefficient of the electro­
motive force gives an error of ±7 cal. in the value of L^.
Closely connected with the relative partial molal heat content 
is the relative partial molal heat capacity, J^* In conjunction 
with the values of J were also calculated. High accuracy cannot 
be expected since the determination of involves the second 
differential coefficient of the original electromotive force data.
Harned estimated that the error was greatest in the 82 percent
Celldioxane mixtures and of the order of 10 - r ---- 1— ;—  .deg. mole
Harned and Thomas (22,23) have measured the electromotive forces 
of cells in which methanol-water mixtures were the solvents. The cells 
were studied at temperatures ranging from 0° to 40°C. The mixed solvents 
contained 10 and 20 percent by weight of methanol. The standard 
electrode potentials were evaluated by employing the Debye and Huckel 
limiting law for the extrapolation. The mean activity coefficients of 
hydrochloric acid were calculated and compared with the values obtained 
from an empirical equation of the type used for calculation of activity 
coefficients in pure water. The relative partial molal quantities 
were also calculated.
Cells containing ethanol-water mixtures of 10, 20, 30, 40 and 50 
weight percent ethanol have been studied at 25°C (13,15). The standard 
electrode potentials were obtained, and the mean activity coefficients 
were evaluated.
Xsopropyl alcohol-water mixtures have also been used as mixed 
solvents in galvanic cells (13, 15, 30). The standard electrode poten­
tials and mean activity coefficients were evaluated at 25°C. It is 
interesting to note that Moore and Felsing (30) were not able to 
obtain reversible or reproducible behavior with the hydrogen electrode 
in n-propyl alcohol-water and acetone-water mixtures. The aim of 
the work of Moore and Felsing was to study the effect of the length 
of the aliphatic chain of the alcohol upon the standard electrode 
potential of the cell.
Galvanic cells having glycerol-water mixtures as the mixed solvent 
with glycerol compositions of one and five mole percent have been 
studied at 25°C (29). The mean activity coefficients of hydrochloric 
acid were calculated and compared with the theoretical values obtained 
from Huckel's equation which is given in reference 29. A more extensive 
study was made on cells with 50 percent glycerol mixtures at temperatures 
ranging from 0° to 90°C (21). No attempt was made to calculate 
activity coefficients or the relative partial molal quantities from 
the electromotive force data.
The cell containing ethylene glycol-water mixtures as solvent 
has been studied at 25°C (9, 27). The compositions of the mixed 
solvents were 5, 10, 15, 20, 30, 40 and 60 percent by weight of 
ethylene glycol. Extrapolations were made using the Debye and Huckel
limiting law with the term for mean distance of approach. The mean 
activity coefficients of hydrochloric acid were calculated. The 
logarithm of the mean activity coefficient was plotted against the 
logarithm of the molality, and the activity coefficients at rounded 
concentrations were read off the graph. It is particularly interesting 
to notice that the activity coefficients (Appendix, Table A-4) at the 
low concentration range (<0.012m) are smaller for 10 percent ethylene 
glycol than for either 20 or 40 percent ethylene glycol. The authors 
could give no explanation for this anomaly but the last communique (9) 
showed this anomaly lacking in the 5, 15 and 30 percent ethylene 
glycol solutions.
Cells containing d-glucose-water mixtures of 5, 10, 20 and 30 
percent by weight of d-glucose have been studied at 25°C (34). From 
the electromotive force data the standard potentials and the ion 
size parameters of hydrochloric acid were obtained and the mean activity 
coefficients were calculated and were tabulated.
CHAPTER IX 
THEORETICAL ASPECTS
A general chemical equation at constant temperature and pressure 
can be expressed by equation (5).
aA + bB ^  cC + dD • • • • 5
The total Gibbs free energy change for the reaction in terms of the 
activities of the reactants and products is given by equation (6).
AG = AG° + RT In —  ....6TTa
where AG represents the total free energy change; AG°, the total free 
energy change jwhen the activities of all the reactants and products are 
unity; Tf'a, the activity product including the proper exponents,of the 
products; and, na, the activity product, including the proper exponents, 
of the reactants*
In dealing with electrolytes it is convenient to express the 
activity of an electrolyte in terms of the activities of the ions 
into which the electrolyte dissociates in solution. If the electrolyte,
I, ^C^+ dissociates into v cations and v“ anions according to
•f*C_ l A _ - » v C + v“A .... 7v v
then the activity of the electrolyte can be expressed as
where a and a represent the activities of the cation and anion,+  -
respectively; â _ is defined as the mean activity; and v is equal to the 
sum of v and v • The mean molality, m_̂_, can be defined in a manner 
similar to the mean activity. In very dilute solutions the value of the
mean activity approaches the value of the mean molality, however, in 
more concentrated solutions there is a departure from ideality and the 
mean activity no longer approaches the value of the mean molality.
It is convenient to express this departure from ideality in terms of 
the activity coefficient, a factor defined by equations (9) and (10).
y  = “  ....9' m
v, = rr . . d o>± m±
Equation (9) refers to nonelectrolytes while equation (10) is valid 
for electrolytes.
It can be shown that the free energy change for a given process 
at constant temperature, pressure, and composition is related to the 
reversible electrical work. Consider a cell consisting of two electrodes 
connected by a solution of an electrolyte. Let (ty1 - i|r") be the 
difference in electrical potential between two pieces of the same 
metal attached to the two electrodes. Thus, if the cell is charged 
reversibly at constant temperature and pressure, the electrical work 
done upon the system will be (Tjr1 - ijr") de, in which de is the charge 
transferred which corresponds to a change in free energy, dG. The 
quantity (i[rf - i|r") de then is equal to the total increase in free 
energy.
(dG)T,P,N = ̂ ' ~ ^  de
The mechanism fulfilling the conditions required by equation (11) 
is a galvanic cell, consisting of two reversible electrodes connected 
by a solution of the appropriate electrolyte. Equation (11) is valid 
for reversible changes only. The criteria for reversibility are:
1) No changes take place in the cell without the passage of 
current.
2) Every change occuring during the infinitesmal passage of 
current may be reversed by changing the direction of the current.
3) The net result of all chemical changes must be known.
If a cell with an electromotive force of ±E is exactly balanced 
against an external electromotive force, then ±E is the electromotive 
force of the cell when the entire system is at equilibrium. If the 
cell is imagined to discharge against this external electromotive 
force until a quantity of electricity, de, has passed through, the 
cell process will have taken place reversibly, performing the 
reversible electrical work, ±Ede. The difference in potential,
(ijr* - i]f"), is equal to +E or -E depending on the convention adopted 
concerning the sign of the electromotive force. In chemical reactions 
the changes involved are usually expressed on a molar basis, consequently 
the passage of a faraday, F, or a multiple of a faraday, NF, of charge 
is involved. Since the free energy change is proportional to de, NF 
can be substituted for de in equation (11) and ±E for (i|r' - ill") to give 
equation (12).
(AG)^, p — “NFE .o.ol2
In writing equation (12) the convention of Lewis and Randall is adopted, 
in that a positive electromotive force corresponds to a decrease in the 
free energy.
Substitution of equation (12) into equation (6) and subsequent 
rearrangement gives the following equation
11
in which E° = - — — and is called the standard electromotive forceNF
of the galvanic cell. It is easily seen that E equals E° when the 
activities of all constituents are equal to unity. The composition 
of a solid component of the cell is ordinarily independent of the 
concentration of the electrolyte solution, and it is customary to 
consider solids to be in their standard states at all temperatures 
when pressures are of the order of one atmosphere. The net result 
is that under normal conditions the activities of solids are unity. 
Since the partial pressure of a gas in a gaseous mixture is 
proportional to the concentration, and furthermore since the perfect 
gas law may be applied for practical purposes over small pressure 
changes in the neighborhood of one atmosphere, the activity of a 
gaseous component is written equal to the partial pressure. Thus 
a gas is in its standard state at any temperature when its partial 
pressure is one atmosphere. The standard state for the components 
of liquid solutions is usually selected so that the molality is equal 
to the activity or the activity coefficient is unity for each solute 
at infinite dilution. In the case of electrolytes the standard state 
is selected so that the mean activity is equal to the mean molality 
or the mean activity coefficient is unity at infinite dilution.
Because of this choice of standard state, the standard state for 
electrolytes is a hypothetical one.
In order to develop the necessary theory for the study of galvanic 
cells consider the cell designated by equation (14). This cell differs 
from the cell in equation (1) by the absence of an organic solvent 
or in that X, the weight percent of organic solvent is equal to zero
12
and in that the pressure of hydrogen gas is not necessarily one 
atmosphere.
H2(p atm.) | HCl(m)| AgCl-Ag ....14
In equation (14) p represents the partial pressure of the hydrogen 
gas and m represents the molality of the hydrochloric acid in moles 
of acid per kilogram of water. The cell reaction is given in equation 
(15).
|  H2(g) + AgCl(s) = Ag(s) + HCl(m) ....15
Since only one mole of electrons is involved in the overall reaction,
the electromotive force of the cell is given by equation (16).
° RT - âAg'; ̂aHCl) i,^ IT" III i a o« • 16
^SAgCl^
Making use of the conventions regarding standard states of solids which 
has just been discussed, equation (16) becomes equation (17).
e . E° . £ S l n ! £ £ 4
V
To avoid the necessity of recording the partial pressure of 
hydrogen gas involved in the cell reaction, it is convenient to convert 
electromotive forces measured at a partial pressure, p, to values 
corresponding to a partial pressure of one atmosphere. This is done 
in the following manner. The electromotive force of the given cell 
with hydrogen at a partial pressure, p, is given by equation (18).
„ „o RT 1 RT - . „
(P) " " F aHCl 2F PH2 ....18
The electromotive force of the same cell with hydrogen at a partial
pressure of one atmosphere is given by equation (19).
The difference in the electromotive forces due to the difference in 
the partial pressure of hydrogen is the difference between equations 
(19) and (18).
E u > ' e (p) = AE = i  l n l ^ s - - 20
The quantity AE in equation (20) represents the increment which must 
be added to the electromotive force measured at a hydrogen partial 
pressure of p to obtain the value corresponding to a hydrogen partial 
pressure of one atmosphere; P represents the barometer pressure; and ps
the partial pressure of the solvent. In most work the quantity 
in equations (19) and (20) is called E observed and this practice 
will be adherred to in this work.
Assuming that the electromotive force of the cell has been converted 
to the value corresponding to a hydrogen partial pressure of one 
atmosphere, then the activity of hydrochloric acid can be treated. The
activity of hydrochloric acid can be expressed in terms of the mean
activity coefficients and mean molalities of hydrogen ion and chloride 
ion. From equations (8) and (10) and the fact that hydrochloric acid 
is a 1 - 1 electrolyte,equation (21) is obtained.
aHCl = W 1 = (a±)2 " ”± = Y± ̂  " ” 21
In the cell indicated by equation (14),the mean concentration is the 
same as the concentration of the hydrochloric acid in the cell, hence 
m is used for m in equation (21). Combining equation (21) with the 
equation for the corrected electromotive force,equation (22) is obtained.
„ „o 2RT ,E (obs) = E - —  l n Y ± m ....22
14
Rearrangement of equation (22) gives the following equation.
2RT „o 2RT .In m = E - — In v, ....23(obs) F F T±
Equation (23) can be used to obtain E°. As the molality 
approaches zero, the mean activity coefficient approaches unity, 
causing the logarithmic term on the right hand side of equation (23) 
to approach zero. Thus the entire left hand side of equation (23) 
approaches E° as the molality approaches zero. If the left hand side 
of equation (23) is plotted versus some function of molality, an 
extrapolation to zero concentration can be made and the value of E° 
obtained. In practice it is convenient to use the square root of the 
molality as this tends to compress the curve and make extrapolation 
easier.
This type of extrapolation is somewhat difficult to carry out 
with great accuracy because a nonlinear extrapolation is necessary.
This can be remedied by using the expression derived by Debye and 
Huckel for the logarithm of the mean activity coefficient of an 
electrolyte,
In v, = " S / T  + B'm ....24± (f)
where is a constant containing several factors including the
dielectric constant of the media and temperature, T represents the 
so-called ional concentration and is defined by Harned and Owens (3) 
and B' is a constant. Combining equations (24) and (23) gives a new 
equation for extrapolation purposes.
, 2RT , 2RT _ „ _o 2RT _c
(obs) F F (f) " “ F m ---
15
A plot of the left hand side of equation (25) versus root molality 
gives a more nearly linear plot resulting in a more accurate extra­
polation. An additional improvement to equation (25) can be made by 
considering the extension of the Debye and Huckel theory as worked out 
by Gronwall and LaMer (11,28). Unfortunately, it is necessary to 
know the value of the dielectric constant of the solvent to make use 
of equation (25) or any other similar expression.
It is necessary now to study the energy changes which accompany 
the transfer of a strong acid from one solvent medium to another.
Consider the galvanic cell represented by equation (1).
^ ( 1  atm.) jHCl(m), Organic (X), Water (Y) | AgCl-Ag ....1
As a first consideration let X = 0, or in other words, consider 
the cell with water as the solvent. This cell has been extensively 
studied by several workers (3). The electromotive force of such a 
cell is given by equation (22). Since cells containing mixed solvent 
systems will be considered it is convenient to introduce a set of 
notations to be able to keep track of the various cells considered 
(2,6). For the cell containing only water equation (22) can be 
expressed in the following manner:
v v v„o 2RT - w E = E - In y± m .... 26
The superscripts indicate the medium in which the measurements are 
made, in this case w represents water. The subscripts indicate that 
the mean activity coefficient is measured relative to unity at infinite 
dilution in that medium and again the w indicates the activity coefficient 
is measured relative to unity at infinite dilution in water. To avoid
16
additional subscripts it will be assumed from here on that E corresponds 
to the equation (22).
Now consider the case when X does not equal zero, or when there 
is a mixture of an organic solvent and water. There are numerous 
ways in which the standard state can be defined in mixed solvent 
systems (6).
1) The infinitely dilute state in the mixed solvent system can
be used to define the standard state. This means the activity coefficient 
is measured relative to unity at infinite dilution in the mixed solvent.
This can be expressed symbolically in the following manner:
S , „Y, 1 as m 0.s ’±
This will give one value for the standard electrode potential which
s ocan be expressed symbolically as E .
2) The standard state can be defined by the infinitely dilute
state in pure water. In this case the standard electrode potential is
expressed as WE°.
3) The infinitely dilute state in the pure organic solvent
can be used to define the standard state in the mixed solvent system.
If the first method of defining the standard state in mixed 
solvents is used the electromotive force of the cell containing the 
mixed solvent can be expressed by the following equation: 
sr sr.° 2RT . sE — E * In y , m . •.«27F s ±
Equation (27) can be rearranged to give an equation similar to equation 
(23). The limit of such an equation as the molality approaches zero 
is equation (28).
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SE° = lim [SE + In m3 .. • • 28
m-0 F
On the other hand it might be desired to choose to define the
standard state in the mixed solvent in another way. If the mixed solvent
is thought to be nothing more than the aqueous cell to which a certain 
amount of organic solvent has been added, then since the aqueous cell 
has been studied so thoroughly, WE° may be retained and the electromotive
force of the cell will be given by
s„ W„o 2RT - s OQE = E —— — In v . m . o. * 29F w*±
where the standard state is defined by the infinitely dilute state in 
pure water. In this case the mean activity coefficient is calculated 
on the basis that it is unity at infinite dilution in pure water; 
whereas in the first case the mean activity coefficient is calculated 
on the basis that it is unity at infinite dilution in the mixed solvent.
At infinite dilution in the mixed solvent equation (29) becomes
WT7° i . rs^ , 2RT - , 2RT 1 s n _nE = lim I E + ——  In m + —=— In v.J ....30- F F w  ±m->0
where the logarithm of the mean activity coefficient no longer 
approaches zero as the molality approaches zero.
The standard state in the mixed solvent can be defined in still 
another way corresponding to the third method listed previously.
However, little work has been done in the area of cells containing only 
pure organic solvents so it is better to use the first two methods to 
define the standard state in the mixed solvent. If, however, such 
studies have been carried out there is no reason not to make use of 
third way of defining the standard state and obtain an expression for
the electromotive force of the cell containing the mixed solvent 
as hgs been done in equation (29).
If equation (28) is subtracted from equation (30) and recalling
acid at infinite dilution in the mixed solvent referred to unit value
At infinite dilution in any medium the interionic effects are 
absent. Equation (31) then is a measure of the effect of transferring 
a pair of ions from one solvent to another under conditions where only 
solvent-ion interactions are operative. This effect has been defined 
by Owen (31) as the primary medium effect. Since the primary medium 
effect is measured at infinite dilution it is independent of the 
hydrochloric acid concentration..
There is another medium effect which is defined and designated by 
Owen as the secondary medium effect. To illustrate the secondary 
medium effect consider the following cell
where m, the molality of the hydrochloric acid, is the same in both 
solvents. The cell reaction involves the transfer of hydrochloric acid 
from the aqueous system to the mixed solvent system. The electromotive 
force of the whole cell can be expressed as
gthat E is the same in each equation the following equation is obtained
..31
g
where represents the mean activity coefficient of hydrochloric
in infinite dilution in pure water. Both VE° and SE° can be obtained
gfrom experimental measurements so v, c&n be evaluated.
Organic (X) ,Water(Y)|AgCl-Ag
• • • • 32
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by making use of equations (27) and (26). By making the acid concentration
the same in each solvent any energy change due to concentration changes
is eliminated; that is to say the energy change is zero except for
changes dependent on departures from the laws' of ideal solutions (6).
Equation (33) represents a complicated operation. It represents
the transfer of hydrochloric acid from a finite concentration in water
to infinite dilution in water, its transfer from the infinitely dilute
state in water to the infinitely dilute state in the mixed solvent and
finally a transfer from infinite dilution in the mixed solvent to a
finite concentration in the mixed solvent.
The electromotive force of this double cell could be equally
well expressed using equations (29) and (26).
s_ W_ 2RT p.. s - w -iE E - E = - Lin v - l n v . J  ....34cell E w r±  w r±
Combining equations (34) and (33) and making use of equation (31) 
the following relationship is obtained:
s s
s„ w„ 2RT n s 2RT , s^± 2RT , wY±
cell = E " E = - —  1” wYo± —  ln w  = - —  ln ~  •“••35
w ^ ±
Eurther simplification and rearrangement gives' equation (36). 
s s
In ff- - in Sy  + ln - —  .... 36w  w To± w
w ”̂ ± w^±
Owen (31) defines the term on the left hand side of equation (36) as
gthe total medium effect. As previously stated Owen defines ln “Y ^  as 
theprimary medium effect. The last term on the right hand side of 
equation (36) he defines as the secondary medium effect. Equation (36) 
therefore gives the definitional relationship between the total, primary 
and secondary medium effects.
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The total medium effect is total in the sense that it is a 
measure of the total change in chemical potential accompanying the 
movement of hydrochloric acid at finite but equal concentration in 
two solvents. As indicated by equation (36) this total medium effect 
is composed of the primary and secondary medium effects. The primary 
medium effect is determined by the difference in the ion-solvent 
interactions at infinite dilution in each solvent. The primary medium 
effect can be expressed as
. w^o± 
ln w—  •
w^o±
w sbut since y is equal to unity the expression reduces to ln y  .W iO S ±0
gThe significance of the secondary medium effect follows: v measuress io
the difference in the 'nonideal1 part of the chemical potential of
hydrochloric acid at finite concentration and at infinite dilution
in the mixed or nonaqueous solvent. It will be given by some form of
the Debye and Huckel equation, and one factor which will be important
is the dielectric constant of the solvent. Wv on the other handw T±
measures the 'nonideal1 part for the same concentration change in 
pure water.
These considerations can be summarised as follows: The total
medium effect on the transfer of an electrolyte from a finite 
concentration in one solvent to a similar concentration in another 
solvent is a composite one. The secondary medium effect results mainly 
from a difference in ion-ion interactions in the two solvents and is 
determined to a large degree by the dielectric constant of each medium. 
The primary medium effect is independent of concentration and results 
from a difference of the ion-solvent interactions; it should also be
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largely dependent on the dielectric constant of the medium (6 ).
Consider now the effect of an organic solvent on the ionization>
constant of a weak electrolyte. The thermodynamic ionization constant 
of a weak acid, HR, in water is given by
wR = wYH w YR . "H ™R  37
' A w
w ’HR >
in which the superscript w indicates the measurement is made in pure 
water. In a different solvent equation (37) can be expressed as
s„ sYH sYR .„ I * • t JO
A ^  ^
in which the superscript s indicates the measurement was made in a 
medium other than pure water.
If the quantity ln Ŷ_j. is subtracted from equation (36) the 
following expression is obtained.
- i s i s , i s s s sln V. = ln v. + ln y, or y , = Y, Y, ....39w T± w Y±o s“± w Y± w Y±o s ±
The thermodynamic ionization constant in pure water, WK , is
related to the thermodynamic ionization constant in another medium by
the definitional equation
s 2  s 2  s 2  s 2  s„
KA = wyA ftA “ wYoA syA \  = wYoA A * * * *4
in which
s 2 wYH wyR s 2 wYoH wyoR s 2 sYH sYR “’h  ^
m VA = ’ v^oA ” ~  ’ SYA = —  ‘‘“d «A =
wYHR w YoHR sYHR
In this case -ft represents values in the mixed solvent. In equationA
(40) the concentrations of the various species of the weak acid HR at 
equilibrium in the nonaqueous solvent (the value of -ft in the nonaqueousA
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solvent) are obtained and then the activity coefficients calculated
wwhich when multiplied by will give the same value as K^. This
means that the standard state is taken to be in pure water. Making
s S 2use of equation (39) and the fact that K. = y . Is. the variousA S A A
activity coefficients in equation (40) are obtained.
Equation (40) can now be written out in detail to aid in deducing 
the various factors involved in calculating the thermodynamic ionization 
constant of a weak acid in one solvent knowing the value in another 
solvent. s s
w„ w^oH w^oR sT,K. = -----------  K. ....41A s A
w^oHR
Equation (40,) indicates that the primary medium effect upon each of 
the various species must be known. It was thought that this result could 
be obtained directly from the hydrochloric acid data for a given mixed 
solvent, but at the present time it is not possible to obtain this 
result without further experimental work.
The relative partial molal heat content and relative partial molal 
heat capacity of an electrolyte can be calculated from galvanic cell 
data. The relative partial molal properties can be defined as the 
difference between the partial molal property in a given solution and 
its value in the reference state. The various relationships between 
the electromotive force of a cell and the relative partial molal 
quantities are derived in the following manner:
The relative free energy of one mole of solution is defined such
that
G - G° = - G°) + N 2 (G2  - G°) + ....  ....42
where N^, N2> th represent the respective mole fractions of the various 
components of the solution; G^ represents the partial molal free energy
of the ith component; and G° represents the partial molal free energy 
in the standard state. In a similar manner the relative heat content 
per mole of solution can be represented by equation (43).
... .... 43H - H° = N 1 (H1 - H°) + N2 (H2  - H°) +
The-activity of component i of a solution is defined so that equation 
(44) is valid.
G . = G . + RT ln a .i i  l  44
Equation (42) can then be rewritten to give equation (45).
G - G = RT ln a l + N 2  RT ln a2  +  45




rn2 . . . .  4b
in which AG = G - G° and AH = H - H° the following equation is obtained
N. 5 ln a. + N. 5 In a. +l 1 2  2
ST P
V V ^ )  + N2(V fl2) + *••• 
2RT
This generalized equation is rarely used, instead it is more usual to limit 
the study to each component separately. Thus equation (47) can be 
expressed by equation (48).
< V  H°)3(ln a.)
ST .... 48RT
-o.The relative partial molal heat content of component i, (H^ - H^), is 
represented by L^according to equation (49).
L. = H. - H°i l l .... 49
Differentiation of equation (49) with respect to temperature at 
constant pressure serves to define another important quantity, the
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relative partial molal heat capacity,
J. h  r
3 l .
1 r  r °  -
"a h . 'i "a h ° "i
1
Hro p pi pi p .... 50
The activity, a^,of an electrolyte in solution can be expressed 
as the product of the mean activity coefficients and mean molalities of 
its ions as given by equations(8 ) and (9).
....51V
For electrolytes then equation (48) can be rewritten as
, 2L 2  = (H2  - H°) = -vRT'
and if m is held constant
(H2  - H°) ' = -vR.T2
BT
3 In y  ,
BT p,m  52
The electromotive force of the galvanic cell with hydrochloric acid 
as the electrolyte and an organic solvent and water as the medium was 
given by equation (27). If equation (27) is rearranged and solved for
gln v, , then it can be used in conjunction with equation (52) to show s ±
the relationship between the relative partial molal heat content and 
the electromotive force of a galvanic cell.
L 2  = FT
(SE - SE°)
3T .... 53
This equation is commonly called the Gibbs-Helmholtz equation. After 
the appropriate differentiation, equation (53) reduces to equation (54).
L 2  = FT 3( E - *E )BT - F(SE - SE°) .... 54
Equation (54) indicates that the determination of the relative partial 
molal heat content of the electrolyte, hydrochloric acid, depends on 
the accuracy with which the temperature coefficient of the electromotive
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force of the cell can be determined.
The relative partial molal heat capacity of the hydrochloric 
acid can also be determined from the electromotive force measurements. 
The relative partial molal heat capacity, J^, is defined in equation 
(50) as the derivative with respect to temperature at constant pressure 
of the relative partial molal heat content. Thus differentiating 
equation (54) with respect to temperature at constant pressure one 
obtains equation (55).






The next question of importance concerns the type of function 
that should be used to compute the variation of the electromotive 
force with temperature. : As a first approximation it is assumed 
that the relative partial molal heat capacity, J , varies linearly or
J2 = J2(o) + C "'<T- V  • — 56
in which ^ 2 (0 ) re^ers to SOIIie reference temperature, T^, and C 1 1 ’ is 
a constant. If equation (55) is rearranged and integrated between 
the limits Tq and T equation (57) is obtained..
J*T, d^2 JVo d2 dT \ “ ^2(o)
Substituting equation (56) for in equation (57)
£ 2  ” L2 (o) + ^ < 3 2 (o) + C"' I-C"'I 0 )<iI]
and performing the integration gives the equation (58). 
L 2  = a" + b"T + c"T2
in which Q I I 1 rjî










Substituting equation (58) into equation (53) gives
) = “ 2  [a” + b"1 + c"t2]
SE - SE° = a" + b"T ln I + c"T2  + IT] ....59
in which I is an integration constant.
For work in which the electromotive force measurements are known
with accuracy greater than ±0.05 millivolts and the temperature range
o s  s ois greater than 40 C, E and E may be expressed as
SE = a 1 + b'T + c'T2  + d* T ln T
SE° = a' + b'T + c’T 2  + d'T ln To o o o
However it has been found (3) over a limited temperature range,
o O S  s o(0 - 35 C), E and E can be expressed to within ±0.05 millivolts
by the following quadratic equation.
SE = a + bT + dT2  ....60
SE°= a + b T + d T 2  .... 61o o o
It appears within a limited temperature range the logarithmic term can 
be dropped from the original equations.
If the electromotive forces of a cell are given by equations (60) 
and (61) then from equation (54) becomes
L 2  = -F[(a-ao) - (c-cq )T2] ....62
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Similarly from equation (55) becomes
= 2E(c - c )T ' ....63
2  O
The coefficients of equations (60) and (61) can be determined 
quite easily by 'using the method of least squares on the electromotive 
force data of the same cell at various temperatures. The actual 
procedure will be discussed in a later section of this work.
In order to carry out some of the calculations described in the 
previous discussion it is necessary to have accurate values of E°. It 
was pointed out that equation (23) provided a means of obtaining E° 
by extrapolation to zero molality. However, the nonlinearity of 
such a plot leads to some degree of error. As was also pointed out, 
there are equations which can be used which give more nearly linear 
plots, but unfortunately values of the dielectric constants of the 
solvent systems are needed. To get the most accuracy out of plots 
involving equation (23) it was decided to use a curve fitting technique 
making use of the IBM 1620 computer. The technique will be described 
in more detail in a later section. The program is based on the assumption 
that a set of experimental data can be fitted to a polynomial of the 
form:
2 15y = A + A., x + A0x + .... A._x .... 64
0  1 2  15
2RTIn practice the quantity [E + — —  In m] was taken as the ordinater
while the square root of the molality was taken as the abcissa. Then 
by using equation (64) it was assumed that
17 , 2RT 1 A A 1/2 L A J A 3/2 ,cE + -rr— ln m = A + A, m + A_m + A_m .... ....65i? O 1 /. j
If this assumption is correct, E° can be obtained by setting the 
molality equal to zero.
To show how the use of equation (65) can be justified from a 
theoretical point of view one must consider equation (23) again.
2RT . _o 2RT .E + ——  In m = E - —=r~ In yF F *±
If it can be shown that In y  can be expressed by a series 
1/2equation in m , then substitution of this equation into equation (23)
will give a new equation which is an analogue of equation (65).
Derivation of an equation for ln y  has been carried out by 
Debye and Hiickel (3) . The assumptions of the Debye-Hiickel theory may 
be stated in the following manner (1 1 , 28):
1) Strong electrolytes are assumed to be completely dissociated 
in solution.
2) The closest distance of approach of two ions,"a", is the same 
for all ions in solution.
3) For the purpose of calculating the electrostatic potential of 
an individual ion, the charges on all other ions may be replaced by
a continuous charge distribution, which fills the space outside the 
distance of closest approach, is spherically symmetrical, and has a 
density determined by Boltzmann's statistical law.
4) The potential satisfies Poisson's equation, in which the 
dielectric constant of the solution is assumed to be that of the 
pure solvent.
5) At the distance of closest approach to an individual ion, 
the potential and field strength are the same as for a point charge 
equal to the charge of the ion in question and placed at its center.
Using these assumptions Debye and Hiickel set up their fundamental 
differential equation now generally known as the Poisson-Boltzmann
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equation
i j o j i * / s Nn.z. z.eit.
—  — (r v — j— i exp ( - — ^ 5 52 dr''1 dr " D .% V P  ̂ *T ; ....obr j= l
in which i]k  represents the electrostatic potential due to an ion of the
ith kind at a distance r from that ion; e represents the unit electric
charge and z . e  the charge on the jth ion; D represents the dielectric
constant of the-pure solvent; N is Avogadro's number; fsis the Boltzmann
constant; V is the volume of the solution which contains n moles ofo
solvent and n^ moles of the ion of the ith kind; and T represents the 
absolute temperature.
The boundary conditions for follow:
1) As r -> k>, i[r̂ -> 0o
2) ~ • ~hr~ for r = a.. This simply states that thedr D 2  r Ja .
medium is uniform and continuous throughout.
Assuming the electrolytes are completely dissociated in solutions 
one considers all deviations from ideality to be the consequence of 
electrostatic interactions between the ions (5). It is then necessary 
to calculate the extra free energy arising from these interactions 
and then relate this extra free energy to the activity coefficient.
The extra free energy due to electrostatic interaction can be 
calculated in the following manner. Imagine that a given ion is 
introduced into a solution in the uncharged state. A negligible . 
amount of electrical energy is required for this process. Now 
imagine the charge to be increased gradually up to the full charge of 
the ion. Electrical energy is required to charge the ion and the 
amount can be expressed by equation (67).
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in which z^e and e^ represent the charge on the jth ion.
The activity coefficient can be related to the free energy change by 
equation (6 8 ).
G = G° + vRT ln a_j= G°+ vKX ln y  iô  = G°+ vRT ln y_^ + vRT ln m± . . . . 6 8
The free energy change can be divided into two parts:
G = G° + vRT ln m .... 69m ±
G = vRT ln v ..«.70Y ±
Equation (69) is of the form of the limiting law for dilution solutions
of un-ionized solutes and would presumably apply to solutions of
electrolytes as well were it not for the charges on the ions. Therefore
it is assumed, for completely ionized electrolytes in dilute solutions,
that the deviation of electrolytes solutions from ideality can be
attributed entirely to electrostatic forces between the ions. This
is equivalent to identifying G with NAG-Y (elec.)
The problem now becomes one of finding the correct expression for
i|f̂, or of solving equation (6 6 ). It is at this point Debye and Hiickel
made their simplifying approximation. They assumed that in solvents
of high dielectric constant the exponential term can be approximated as 
Z.ety. z.eijr.
<- “ 1 ' - V  - - 7 1
This comes from the first two terms of the expansion of the exponential 
function. However, in solvents of lower dielectric constant such as 
were used in the studies described later, this approximation is not 
valid. Consequently, the higher terms of the exponential expansion 
must be included.
Consider an electrolyte at a concentration of n moles per volume V
which dissociates into two kinds of ions. The summation term in 
equation (6 6 ) becomes
2 Nn..'z.e 3.ei|r. V-Knz1e 21s,lr- vJnz e
s - p < - ~ f e r i )  - - V 1 - « * < - - j r 1*- + J h r L - —  „
V * iexp("— — — ) ....72
in which and represent the number of cations and anions resulting 
from the dissociation of one molecule of electrolyte. Now v^z-̂ e = **V 2 Z 2 e 
and if z^e is equal to - z ^ e ,  as in the case of a symmetrical electi~oIyte, 
equation (72) reduces to equation (73).
2 Nn.z.e z.ei[r. v^Nnz. e
v  3— 1— eXp(- — L-i', - - 1 ___J* V ^  fiT ' " V
z.e^i. z.sf./ 1  t  /■ 1  lvexPk — ) - exP(~77F— )ftT ....73
1The bracketed part of equation (73) is twice the hyperbolic sine of — -
eilr.Ti
and consequently the summation is given by equation (74).
2 VjNnz^e z ei|r,*l*'Ti 1  ,“1^1.3 . 1  /zle^i 5
*T + o I C"3. ftT 5.,x *T ■) + . . . . ....74
It is apparent then that for symmetrical types of electrolytes 
the Debye and Hiickel approximation has neglected the effects of the 
third, fifth and higher odd-numbered orders. Furthermore, it is also 
apparent that for unsymmetrical electrolytes, terms of the even as well 
as odd-numbered orders must be considered.
Substitution of equation (74) for the summation term in equation 
(6 6 ) yields the differential equation which must be solved. Further 
simplification can be made when the case of hydrochloric acid is 
considered since and z^ are both unity.
Gronwall, LaMer, and Sandved have treated this problem solving 
equation (6 6 ) for the symmetrical electrolyte case (11). Later the 
unsymmetrical case was studied also (28). For the symmetrical case
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the following expression was obtained for the logarithm of the mean 
activity coefficient:
ln y   (eg) ' H
2 D-ftI 1 +Ka
(ez) '





in which a is the average minimum distance of approach of the ions and 
2 2
K = — ^TDV''"' which N is Avogadro's number and n is the number of 
moles of electrolyte in volume V. The first term on the right hand side 
of equation (75) is identical with the Debye-Huckel equation for 
In y and represents the first approximation (3). The next two terms 
represent the contribution of the third and fifth order terms. The 
quantities X ^na), Y^na), X^na) , and Y^Oia) are complicated series 
functions of na, and have been obtained by Gronwall, LaMer and Sandved 
(11).
From the work of Gronwall, LaMer and Sandved the following
expressions have been obtained:
x3 = - | 7 r T « [ 1 - 4xe4XE(4x>](1 +x)




Y = - 3
£ [ 0 0  - e4x E(4x) f2 (x)
6 ( 1  + x)'
....77
in which f, (x)=S a xn and f„(x) = S b x11;
1 „ o n 2 „  ̂ nn=2 n=J
x
5 ~ 120(l+x) 6 -L. + + Mo 3 + 2 X3x x
80





Y . - -  1
5  1 2 0 (l+x)7 .
f-^x) + f (x) e<̂XE(4x) + f (x)e8 xE(4x) 2  + f^(x)e6x
-2 u.
....79[ £  - Y q E(6x ) ]
CO 00 CO-
in which f (x) = £ a x11, f (x) = S b x11, f~(x) = £ c x11, and
» • n=2 n ^ n=5 n J n=5 n
f , (x) = £ d xn„4 t nn=5
Consider the first term of the right hand side of equation (75).
The fraction -j - -  - —  can be expressed as 
1  + xa ^
H 2 32 4 3 5 4  an= x -  x a  + x a - x a + x a  .... .... 80
1  + xa
0 2  2Notice also that the quantity (— 2 p'̂y~) -̂s a constant under the condition 
of constant temperature.
Now consider the higher ordered terms of equation (7 5). First 
consider from equation (76). E(4x) is represented by
-4u
E(4x) = du ....81
The solution of such an integral is of the form
1 ro (  &-\v vE(4x) « log -  - C - £ ~  ....82
x v=l V* v
in which C is the Euler constant (11). The quantity log — can beX
4xexpressed in series form. Furthermore, e can be expanded to give
4x . 16x2 . 64x3 .
6  ” 1 -f 4x + 2  ̂ 4- ” 2 1 + o«oc 83
X 2and the f r a c t i o n T̂'~y 4  can be expressed as a series similar to equation 
(80). The net result is that all the terms of equation (76) can be 
expressed as a series or a product of several series, and consequently
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the X^ term may be expressed as a series in x itself simply by combining
the various series it is composed of.
Turning next to equation (77) or the Y^ term, f^(x) and
have been defined as series and e and E(4x) have been shown to be
4series expressions. Upon division by (1 + x) therefore Y^ can also
be expressed in a series in x.
Although the fifth order terms X,_ and Y^ are more complicated
than X^ and Y^ they also can be expressed in a series in x using the
same arguments as used for X^ and Y^»
Upon combination of all these series, equation (7 5) may be expressed
in a series in H and x. Recalling that x = na equation (75) then
becomes a series in h
Yj- = + B"k2  + C-h3  + D"k^ + .... ....84±
in which the constants are determined by combining the various series 
involved.
2Recalling that k is proportional to the number of moles of
electrolyte and hence the molality, equation (84) becomes
1/2 3/2In ^  = A' m + B'm + C ’m +.... ....85
Substitution of equation (85) for the expression ln y  in equationi
(23) yields
E + In m = E° + Am ^ 2  + Bm + Cm3 ^ 2  + .... . . . . 8 6
1?
which is of the same form as equation (65). Thus it has been shown
that using the higher terms of Debye-Huckel theory one can obtain an
2RTequation for the expression E + ln m which is an analogue to ther




The following cell was studied at four different temperatures 
and with five different compositions of solvent:
H^(l atm.) | HCl(m) Monoglyme (Y), Water (X) | Ag Cl-Ag
In addition some work was done with acetonitrile as the organic component.
The basic cell design is shown in figure 1, Two hydrogen electrodes 
and two silver-silver chloride electrodes were used in each cell, 
therefore making it possible to take a total of four readings for 
each solution by interchanging electrode pairs. The electromotive 
force of each cell was measured by means of a Leeds and Northrup K-3 
type potentiometer set up according to the instructions given in the 
manual accompanying the instrument. A sensitive Rubicon galvanometer 
and an Eppley low temperature coefficient standard cell were used in 
conjunction with the potentiometer.
Three Sargent Thermoniter controlled water baths with a precision 
regulation to ±0.01°C and equivalent uniformity were used in conjunction 
with a Sargent water bath cooler to give temperature baths of 15°,
25°, and 35°C. A fourth temperature bath was made by placing ice and 
water in a convenient container; in this case a small styrofoam ice 
chest. The temperature of the cell solution was checked in the various 
baths and agreement was within 0.1°C in all except the 0°C case. In 
the case of 0°C the solution temperature was higher than 0°C by as 
much as 0.7°C.
The hydrogen electrodes were prepared from Sargent half cell 
platinum electrodes (S-30505) of a length of 125 mm (1). The
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electrodes were cleaned by immersing them briefly in a solution 
prepared by combining three volumes of 1 2 M hydrochloric acid with 
one volume of 16M nitric acid and four volumes of distilled water.
The electrodes were rinsed thoroughly with distilled water and then 
placed in a platinic acid solution for plating. The platinic acid 
solution was prepared in the following way.
One and one-haIf grams of scrap platinum were cleaned in hot 
concentrated nitric acid, rinsed with distilled water and ignited in 
a Bunsen flame. The metal was cut into small fragments to facilitate 
solution and then was digested in warm aqua regia until dissolved.
The acid mixture was evaporated to dryness over a steam bath and the 
residue was dissolved in 2 0  ml. of concentrated hydrochloric acid.
The evaporation and addition of concentrated hydrochloric acid was 
repeated twice. The residue, chloroplatinic acid hexahydrate,
H^PtClg ° bH^O, remaining after a fourth evaporation was dissolved 
in 1 0 0  ml. of distilled water, and 80 mg. of lead acetate trihydrate 
was added. The solution was then stored in a glass stoppered bottle.
A current of 100 ma. was passed for three or four minutes in such 
a direction that the electrode to be coated was the cathode while 
another platinum electrode served as the anode. The current is not 
critical, but when smaller currents were used, the time required to 
properly coat the electrode was increased. The criterion for good 
electrodes was a uniform, nonstreaking, black coat. Although the 
coating can be quite heavy it was found the lighter coatings were better 
since the platinum black did not fall off so easily. The lifetime of 
the electrodes was several months.
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Various other types of hydrogen electrodes were used. These 
included: a lightly platinized electrode, the coating o'f which was
a light gray color; a platinum electrode which had no platinum black 
coating; a platinum electrode prepared by polishing the platinum 
foil with the end of a stirring rod on a glass plate, then treating 
it with warm aqua regia and then concentrated nitric acid, and finally 
washing it with distilled water (1 0 ); and last of all, a suspension 
electrode similar to that of Hills and Ives (26).
Several black hydrogen electrodes were prepared, and the potentials 
were intercompared in a dilute aqueous hydrochloric acid solution. 
Agreement to ±0.1 millvolts was considered adequate for this work, 
however, several electrodes differed in the hundreds of millivolt 
range. If an electrode did not agree with the others within 
± 0 . 1  millivolts, it was discarded.
The silver-silver chloride electrodes were prepared by a method 
adapted from Bates (1). The base for the electrode was a helix of 
number 26 platinum or silver wire approximately seven mm. in length 
and two mm 0 in diameter, sealed in a tube of flint glass. The bases 
were cleaned in warm 6 N nitric acid and then rinsed with distilled 
water. A thin paste of well-washed silver oxide, prepared in the 
manner described below, was applied to each electrode base. The 
electrodes were then placed in an oven with a temperature of 500°C 
until the pasteturned white. This normally took ten minutes although 
no particular attention was given to the heating time. This process 
was repeated until each base had four layers of dried silver oxide 
on it.
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The silver oxide solution was prepared according to Bates (1).
338 grams of silver nitrate were dissolved in three liters of distilled 
water. Then sodium hydroxide solution was added drop wise to the 
vigorously stirred silver nitrate solution. The silver oxide 
precipitate which formed was washed at least once a day for a period 
of one month with distilled water. The silver oxide was then stored 
with distilled water in a glass stoppered bottle and kept in the 
dark.
The electrodes were then electrolysed as anodes in a 1M solution 
of twice distilled hydrochloric acid for 45 minutes at a current of 10 
ma. with a platinum electrode as the cathode. The electrodes were then 
placed in 0.005 M hydrochloric acid overnight and then stored in 
distilled water. The potentials were intercompared in a dilute 
aqueous hydrochloric acid solution and those electrodes whose potentials 
differed from the average by more than 0 . 1  millivolt were rejected.
The color of the electrodes was light gray. Out of thirteen electrodes 
three were found suitable for use.
Distilled water was obtained by distilling distilled water from 
a permanganate solution through a column of glass beads 18 inches 
high and two and one-half inches in diameter. All connections were
■ 6glass. The resulting distillate had a conductivity of less than 1 x 10 
reciprocal ohms. Whenever distilled water was used it was obtained 
in the above manner.
Monoglyme was purified from the bulk supply obtained from Ansul 
Company, Menominee, Wisconsin. Sodium wire was added to the bulk 
monoglyme and the solution was shaken. The solution was then allowed
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to sit for several days over the sodium. The monoglyme was then 
reflyxed with powdered lithium aluminum hydride overnight and distilled 
off through an eight foot heated column. The distillation apparatus 
was equipped with an automatic magnetic shut off so approximately 
eighty percent of the condensed vapor was returned to the distillation 
pot. In addition a nitrogen sweep was employed so collection of the 
monoglyme was accomplished in a nitrogen atmosphere. The first 
40-50 ml. of distillate were discarded as well as the last fraction.
Due to the nitrogen atmosphere the boiling point of the monoglyme 
was slightly higher than the literature value, but throughout the 
middle fraction of distillate the temperature remained at a constant 
value.
Acetonitrile was purified in the following manner (8 ). It was 
first shaken with potassium hydroxide pellets and allowed to sit for 
24 hours. Approximately 100 grams of potassium hydroxide was used 
per 500 grams of acetonitrile,, The acetonitrile was then kept over 
anhydrous sodium carbonate for several days. It was then distilled 
from drierite through a three foot heated column; only the middle 
fraction was kept. The distillate then was saturated with dry 
nitrogen and stored in a nitrogen atmosphere.
The hydrochloric acid stock solution was prepared from reagent- 
grade acid which had been distilled twice in an all-glass still. Each 
time only the middle fraction was kept. The acid was then diluted 
with distilled water to make an approximate IN stock solution. The 
stock solution was standardized gravimetrically as silver chloride 
by means of a method adapted from Vogel (7) and also volumetrically
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with sodium carbonate (7).
All solutions used for electromotive force studies were made 
volumetrically from the stock hydrochloric acid solution, solvents and 
distilled water. The concentrations were converted to the weight 
scale with the use of the appropriate density data. This procedure 
should make the acid concentration valid to within 0.4% of the given 
values. No volumes were determined by difference, that is by using 
a volumetric flask and diluting to the calibration, line, but rather 
the volume of each solvent or solution was measured individually.
The hydrogen gas used for these studies was Matheson ultra pure 
hydrogen. The hydrogen was further purified by passing it through 
a Deoxo catalytic purifier. Before entering the cell the hydrogen was 
then saturated with the cell solution by passing it through a bubbler 
containing the cell solution.
It was found that a small frit was necessary to insure proper 
saturation of the cell solutions with hydrogen. In addition the hydrogen 
was allowed to leave the cell through a short piece of rubber tubing.
The use of these adaptations enabled a steady state to be reached. 
Previous to their use much difficulty was experienced in attaining 
a steady state in the system.
The general procedure in obtaining the electromotive force data 
was to turn on the hydrogen gas and allow the cell to equilibrate.
A steady state was assumed to be reached when successive readings 
taken at one-half hour intervals varied by ±0 . 1  millivolts or less.
It was found that a steady state was reached in two to three hours for 
the 1 0  and 2 0  percent monoglyme solutions and that it was reached
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more quickly at higher temperatures.
While the electromotive force was observed over a period of time, 
occasionally the hydrogen flow rate was changed, either by by-passing 
the cell or by actually changing the flow rate. If a steady state 
was attained, very little change in the electromotive force was 
observed when the hydrogen flow rate was changed.
Two solvent systems were studied, the monoglyme-water system and 
the aceonitrile-water system. The monoglyme-water system was studied 
at five different compositions, 8 .6 8 , 17.81, 46.52, 67.03 and 88.80 
percent monoglyme. Ten solutions of varying hydrochloric acid con­
centrations ranging from 0 . 1  molal to 0 . 0 0 1  molal were studied in 
each solvent system. Acetonitrile-water mixtures of 10, 20, 50, 75 
and 90 volume percent were studied at 25°C; the 10 percent by volume 
solutions were also studied at 0° and 35°C. As indicated previously, 
satisfactory results were not obtained.
It was found that the electromotive force measurements became 
increasingly difficult to make as the acid concentration became smaller 
and the composition became more concentrated in the organic solvent.
In the more concentrated hydrochloric acid solutions the galvanometer 
deflection during the actual reading was large, and as a result the 
null point could be identified quite easily. However, as the con­
centration of hydrochloric acid decreased and the composition of 
organic solvent increased, the null point became more difficult to 
determine.
The reproducibility of the electromotive measurements of the various 
cells depended upon the composition of the mixed solvent; generally 
greater organic solvent composition resulted in poorer
43
reproducibility. Several methods were used to check the reproducibility. 
Frequently after a cell had been measured at'all four temperatures, 
it was returned to former temperatures to check on hysteresis. In 
addition several cell solutions were prepared again and the electromotive 
forces were measured at the various temperatures.
The electromotive forces of the solutions in which the monoglyme 
composition was, 8 . 6 8  percent were reproducible to tenth of millivolts 
place and in some cases to 0 . 1  millivolts.
The solutions in which the monoglyme composition was 17.81 percent 
were reproducible to the same degree as the 8 . 6 8  percent monoglyme 
solutions. A series of 17.81 percent monoglyme solutions was studied 
by the author four months previous to this work and agreed in the 
tenths of millivolt range and even to ± 0 . 1  millivolts with the present 
work. In addition, solutions returned to a former temperature gave 
results within 0.3 millivolts of the original results, even after 
the rough handling involved In transferring the cell back and forth 
between the various temperature baths.
Re-investigation of the 46.52 percent series showed a deviation 
slightly greater than that in the 17.81 percent series. This was 
noticeable to a greater extent at 35°C than at the lower temperatures.
Reproducibility was much more difficult in the 67.03 and 88.80 
percent compositions of monoglyme. This lack of reproducibility was 
not due to the lack of a steady state at the hydrogen electrode 
because the electromotive force did not change substantially with a 
change in hydrogen flow rate. It was felt that the lack of reproducibility 
was due to the loss of the more volatile solvent. Several times a cell 
solution was saturated with hydrogen overnight, but when the cell was
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returned to the same temperature later, a higher electromotive force 
was observed. This phenomena was observed to a greater degree after 
the cell had been at one of the higher temperatures. In addition, 
observation of the data from all monoglyme systems showed that the 
electromotive force of cells with about the same hydrochloric acid 
concentration was higher in solutions containing the lower percentages 
of monoglyme. It is on the basis of this observation and the fact 
that the electromotive force of the 67.03 and 88.80 percent cells 
increased that loss of monoglyme is suggested as the cause for the 
poor reproducibility. The differences in electromotive force readings 
when a cell was returned to a former temperature appeared in the millivolt 
range for the 67.03 percent system and were even more pronouned in the 
88.80 percent system.
As indicated previously, some work was carried on in acetonitrile- 
water solutions. Two facts indicate that a steady state at the hydrogen 
electrode was not achieved in these studies. First, a steady 
galvanometer reading was never observed. Second, a change in the flow 
rate of hydrogen resulted in a change in'the electromotive force 
of the cell. A technique which involved by-passing the cell with the 
hydrogen and then taking the electromotive force one minute later 
was tried. As the calculated results show, this was not satisfactory.
The general trend seemed to be to higher electromotive force values 
as the hydrochloric acid decreased. This can be explained by the 
hydrolysis of the acetonitrile with the hydrochloric acid. The 
reason for the greater deviation at lower concentration of hydrochloric 
acid is that the acid consumed in the hydrolysis is negligible when 
compared with the more concentrated solutions but is not negligible
compared with the more dilute solutions of hydrochloric acid. From 




All calculations except those of the primary medium effect were 
carried out with the IBM 1620 computer. Each individual program was 
checked out by carrying out several long hand calculations.
The first program provided the means for calculating from the 
laboratory data the quantities given in Tables I through VI. The 
molality, m, in terms of the number of moles of hydrochloric acid 
per kilogram of mixed solvent was calculated from the volumetric 
data and the appropriate density data. The density data for water 
and acetonitrile was obtained from the Hand Book of Chemistry and 
Physics while the density of monoglyme was obtained from a technical 
data sheet furnished by Ansul Chemical Company, the manufacturers. 
The procedure was to calculate the total number of grams of organic 
solvent, the total number of grams of water and the number of moles 
of hydrochloric acid. The molality then was simply the number of 
moles of acid times one thousand divided by the sum of the grams 
of organic solvent and grams of water.
The quantity labeled corresponds to the electromotive
force of the particular cell when the partial pressure of hydrogen 
gas is one atmosphere. This means that the electromotive forces 
obtained directly from the cells have been corrected by addition of 
a correction increment obtained from equation (20). The correction 
was obtained in the following manner: The barometric pressure was
recorded when each electromotive force was measured. Equation (20) 
indicates that the vapor pressure of the solvent is needed since the 
partial pressure of hydrogen will be the difference between the
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barometric pressure and the vapor pressure of the solvent according
to Dalton's Law. Normally when the solvent is a pure substance such
as water, the vapor pressure is easily obtained, but when there are
two components as in these studies the vapor pressure of the solvent
is a composite pressure. If it is assumed that Raoult's Law is
valid,then the vapor pressures of each component are calculated from
their respective mole fractions and the vapor pressure of the pure
substances. The sum of these vapor pressures constitutes the vapor
pressure of the solvent according to Dalton's Law. Some workers
have made further correction terms considering the depth of the
hydrogen jet in the solution and also the vapor pressure lowering
effect of the hydrochloric acid upon the mixed solvent. It was
felt that these corrections were not necessary in these studies for
the reason that the electromotive force values were known only to the
tenths of millivolts place. These corrections would be noticed in
the hundredths of millivolts place. The vapor pressure data used for
the various calculations is given in Table A-5 in the appendix. The
source of the monoglyme vapor pressures was the technical data sheet
furnished by Ansul. The water vapor pressures were obtained from
the Hand Book of Chemistry and Physics, while the vapor pressures
of acetonitrile were taken from Jordon (4).
2RTThe quantity E + ~=r~ in m is represented in Tables I through VIi?
by E log m. This quantity is on the left hand side of equation (23)
and is used in extrapolating to obtain the values of E°. This quantity
2RTis calculated by adding the quantity — —  In m to the appropriate valuesi?
2RTof Loks« As previously indicated a plot of the quantity E + ——  In m 
versus some function of the molality can be used to obtain E° by
TABLE I
VALUES OF m. E , AND E , + ~  In m FOR 8 . 6 8  PERCENT MONOGLYME-WATER----------- 1— ob s------ ob s F---------------------------------------—










.09732 .34944 .23979 .34909 .23341 .34809 .22840 .34584 .22214
.07783 .35934 .23917 .35969 .23292 .35929 .22812 .35694 .22137
.05835 .37211 .23838 .37310 .23203 .37292 .22695 .37158 .22072
.03888' .38978 .23695 .39162 .23040 .39192 .22510 .39117 .21876
.01944 .41978 .23431 .42372 .22807 .42563 .22319 .42631 .21707
.00972 .45098 .23288 .45624 .22616 .45895 .22089 .46019 .21414
*00777 .46090 .23229 .46705 .22589 .46995 .22042 .47141 .21351
.00583 .47297 .23083 .48062 .22518 .48413 .21982 .48628 .21310
.00389 .49209 .23086 .49991 .22433 .50405 .21891 .50718 .21247
.00194 .52402 .23016 .53365 .22366 .53925 .21850 .54341 .21190
4SOo
TABLE II
VALUES OF m, E , AND E . + In m FOR 17.81 PERCENT MONOGLYME-WATER-------------- ob-s------ob-s----F-----------------------------------------










09976 .34429 .23580 .34311 .22867 .34112 .22270 .33808 .21569
07978 .35439 .23538 .35383 .22829 .35212 . 2 2 2 2 2 .34948 .21522
05981 .36659 .23402 .36671 .22687 .36560 .22090 .36346 .21391
03885 .38481 .23194 .38625 .22498 .38595 .21909 .38478 .21233
01942 .41562 .23011 .41836 .22267 .41916 .21668 .41936 o 21008
00971 .44689 .22874 .45123 . 2 2 1 1 1 .45302 .21491 .45378 ,20768
00777 .45657 .22792 .46141 . 2 2 0 2 1 .46498 .20703
00582 .47002 .22779 .47568 .22015 .47803 .21364 .47969 .20643
00388 .48839 .22709 .49501 .21937 .49830 .21309 .50016 .20539
00198 .51887 .22602 .52700 .21807 .53120 .21155 .53446 .20409
TABLE III
VALUES OF m. E , AND E , + la m FOR 46.52 PERCENT MONOGLYME-WATER------------1— ob s ob s--- F----------------------------------- - -----










.10425 .33134 .22493 .32410 .21184 .31873 .20258 .31233 .19229
.08326 .34127 .22427 .33425 .21083 - .32858 - .20088 .32239 .19040
.06245 .35307 .22254 .34636 .20866 .34140 . .19892 .33550 .18824
.04160 .36921 .21955 .36388 .20600 .35941 .19606 .35422 .18539
.02080 .39899 .21671 .39486 .20258 .39140 .19244 .38700 .18137
.01040 .42679 .21190 .42436 .19767 .42180 .18724 .41830 .17588
.00828 .43945 .21381 .43723 .19920 .43466 .18837 .43284 .17 830
.00624 .45107 .21209 .44968 .19758 .44841 .18756 .44621 . 1 7 6 6 1
.00417 .46810 . 2 1 0 2 2 .467 87 .19582 .46689 .18541 .46549 .17457
.00208 .49955 .20888 .50101 .19438 .50094 .18367 .50034 .17243
LnO
TABLE IV
VALUES OF m, E , AND E , + — ■ In m FOR 67.03 PERCENT MONOGLYME-WATER ■ ■ 1 1 obs---* 'Ot>s- ■■" ±  ... .....










10728 .30592 .20086 .29353 .18269 .28465 .16997 .27426 .15574
08579 .31461 .19902 .30261 .18068 .29423 .16807 .28439 .15400
06432 .32521 .19607 .31351 .17728 .30538 .16442. .29653 .15084
04282 .34143 .19314 .33073 .17430 .32260 .16074 .31395 .14666
02141 .36501 .18410 .35531 .16447 .34992 .15245 .34203 .13794
01069 .39248 .17887 .38378 .15844 .37915 .14599 .37201 .13103
00856 .40191 .17786 .39421 .15786 .38854 .14398 .38144 .12869
00642 .41390 .17627 .40661 .15593 .40129 .14191 .39506 .12698
00428 .43113 .17446 .42475 .15398 .41983 .13966 .41315 .12358
00214 .46110 .17178 .45541 .15020 .45124 .13544 .44616 .11977
TABLE V 
2RTVALUES OF m, E , AND E , + ~r~ In m FOR 88.80 PERCENT MONOGLYME-WATER----------- i— ob s------ ob s F------------------------------------------










.11055 .23086 .12720 .20775 .09840 .19661 .08347 .18310 .06617
.08840 .23773 .12355 .21431 .09387 .20838 .08375 .19007 .06126
.06627 .24515 .11742 .22345 .08870 .21159 .07217 .19809 .05399
.04416 .25806 . 1 1 1 2 2 .23595 .08104 .22511 .06484 . 2 1 0 2 1 .04456
.02207 .27764 .09815 .25563 .06629 .24530 .04939 .23151 .02903
.01103 .29781 .08570 .27412 .05035 .26509 .03357 .25290 .01361
.00883 .30498 .08236 .28113 .04629 .27349 .03050 .25851 .00737 ‘
.00662 .31088 .07472 .29346 .04433 .28142 .02365 .26751 .00109
.00441 .32549 .07024 .30428 .03502 .29740 .01879 .28236 -.00559
. 0 0 2 2 1 .34462 .05675 .32441 .02073 .31527 .00105 .30238 -.02238
Ui
TABLE VI
VALUES OF m. E L ̂ AND E^  ̂ In a FOR 10 PERCENT BY VOLUME ACETONITRILE-WATER
MIXTURES AT 0° and 35° C.
0°C 35°C
Eobs Elogm Eobs Elogm
.10602 .32853 .22291 .25264 .13349
.07568 .34203 .22055 .26748 .13042
04237 .36607 .21728 .30481 .13696
03025 .38317 .21851 .31929 .13354
01058 .43148 .21741 .37332 .13181
00756 .45689 .22697 .39719 .13781
00302 .49611 .22306 .45153 .14349
00178 .54472 .24668
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extrapolation. Any graphic extrapolation involves a high degree of 
error particularly when carried out along a curved portion of the 
plot. To make such plots as accurate as possible a curve fitting 
technique was used to carry out the extrapolations.
The revised version of the IBM 7.0.002 polynomial curve fitting 
program was used to carry out the extrapolations. This program is 
based on the assumption that a set of experimental data can be fitted 
to a polynomial of the form:
2 3 15y = A + A,x + A-x + A„x A. cx  .... 64o 1 2 3 15
The justification of the empirical equation has been discussed in
a previous section of this work. The linear form, y = Aq + A^x, is
tried as a first approximation. The coefficients (A's) are computed
and the standard error of the dependent variable y is-compared to a
predetermined maximum tolerance. If the error is greater than the
maximum tolerance, the process is repeated, adding a term of the
form A^x11 (where n = 2, 3, 4, .... 15) until the error is within
the tolerance. In each case the coefficients are computed by the
least squares technique. A modified Gaussian elimination technique
is used to solve the resulting set of linear equations. The program
also permits the optional use of weight factors. Instead of
designating the maximum tolerance or in addition to the maximum
tolerance the highest order of polynomial fitted may be designated.
In these cases the repetitive process is stopped when either the
maximum tolerance is reached or the highest polynomial previously
designated is reached.
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2RTFor the extrapolations the quantity E + ——  In m was taken asF
1 / 2the abcissa or dependent variable while m was taken as the
ordinate or independent variable. No maximum tolerance was designated
and the third degree was the highest polynomial fitted. For each degree
2RTthe coefficients were calculated, E + In m computed for each 
1/2vlaue of m , the difference between the observed and computed values 
2RTof E + In m obtained, and the standard error given. As a result,
three sets of coefficients were given for each extrapolation.
The decision as to what set of coefficients or what equation
to use for extrapolation purposes was made by taking into account
the standard error and the general shape of a rough curve of the
experimental data. The experimental points were first plotted 
1/2versus m . Then the values calculated from the various
1/2equations were plotted versus m . In each case, it was not 
difficult to eliminate two of the equations. It was really not necessary 
to consider the first degree equation as the plot always had a slight 
curvature. In general, the third degree equation had greatest curvature 
and in the systems of low monoglyme concentration tended to take the 
experimental points at low acid concentration into greater account.
This, of course, would be unwise since these values are of less 
certainty than those corresponding to higher hydrochloric acid 
concentration.
The coefficients of the equations used for extrapolation purposes 
are given in Table VII for each system and temperature. The standard 
error for each equation is also given. It was not necessary to use 
the third degree equation except for the systems having the highest
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TABLE VII
COEFFICIENTS OF THE EMPIRICAL EQUATION
, 2RT i+ In in = 1 / 2A + Bm -1- Cm + Dm3 / 2OD£T
FOR MONOGLYME-WATER MIXTURES 
x = 8 . 6 8
t°c A B x 1 0 2 C x 102 D Standard
Error
0 0.22721 6.2099 -6.8714 0 0.00034
15 0.22089 6.1487 -6.6973 0 0.00015
25 0.21550 6.2737 -6.6091 0 0.00026
35 0.20889 6.1159 -5.8003 0 0.00031
x = 17.81
r+ o o A B x 102 C x 102 D Standard
Error
0 0.22415 4.7565 -3.1670 0 0.00025
15 0.21581 5.7221 -5.0184 0 0.00025
25 0.20903 6.5241 -6.8383 0 0 . 0 0 0 2 0
35 0.20092 7.8325 -9.9941 0 0.00014
x = 46.52
t°C A B x 102 C x 102 D Standard
Error
0 0.20488 9.3269 -9.4175 0 0.00081
15 0.19017 9.6545 -8.9622 0 0.00069
25 0.17948 9.9162 -8.5895 0 0.00069




t°c A B x 102 C x 102 D Standard
Error
0 0.16368 17.1834 -17.4850 0 0.00075
15 0.14161. 19.3381 -20.5225 0 0.00082
25 0.12604 21.9664 -26.1580 0 0.00031
35 0.10907 24.4020 -30.9891 0 0.00025
x = 88.80




























The graphical plots of the experimental values are given in 
figures 2 through 6 . The experimental points were first placed on 
the graphs and then the curve corresponding to the appropriate equation 
was drawn. The curves correspond to the equations obtained through 
the curve fitting technique.
The values' of E° obtained through the curve fitting program 
are given in Table VIII. All numbers given in the previous tables 
are those numbers taken directly from the computer. These values 
should be corrected to within the limits of error of the experimental 
data. However, since these values were used in subsequent calculations, 
no corrections were made until the final quantities were obtained.
One of the objects of this work was to determine the E° values and 
consequently these values have been rounded off to the fourth place.
This is not meant to imply, however, that the E° values are known to 
within ddO.lmvo The limits of error and accuracy of the extrapolations 
will be discussed in Chapter 5. The E° values for the aqueous system 
were obtained from Harned and Owen (3) „
Table IX gives the coefficients of an equation of the form:
E° = a + b T + c T 2  ....61O 0  o
in which T represents the absolute temperature in degrees Kelvin.
This particular set of equations is necessary for calculations to obtain 
the relative partial molal heat content and the relative partial 
molal heat capacity. The curve fitting technique was used to obtain 
the coefficients. Since only four temperatures were used in the 
study, only four observations could be used in determining the equation 
coefficients.
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x = percent monoglyme
X 0 ° 15° 25° 35°
0 0.23655 0.22857 0.22234 0.21565
8 . 6 8 0.2272 0.2209 0.2155 0.2089
17.81 0.2242 0.2158 0.2090 0.2009
46.52 0.2049 0.1902 0.1795 0.1685
67.03 0.1637 0.1416 0.1260 0.1091
88.80 0.0250 -0.0113 -0.0310 -0.0604
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TABLE IX






X a x 1 0 b x 1 0 c x 1 0 Erroro 0 o
8 . 6 8 - 7-. 1611 2.5268 -5.2456 0.00007
17.81 - 6.3271 2.5722 -5.5648 0.00009
46.52 26.7372 0.4899 -2.6308 0 . 0 0 0 1 2
67.03 18.4475 1.2374 -4.8089 0.00018
88.47 24.5295 .5945 -5.1363 0.00426
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The mean activity coefficients of hydrochloric acid are given 
in Table X. The values corresponding to x = 0, or the aqueous system 
were taken from Harned and Owen (3). The values for the aqueous 
system contain the proper number of significant figures. The values 
for the mean activity coefficients in the various mixed solvent
gsystems correspond to y  , that' is they are referred to the infinitelyS I
dilute state in the mixed solvent. The values were obtained in the
following manner: The equation used for extrapolation purposes, the
coefficients of which are given in Table VII, was used to obtain 
2RTthe value of E H— —  In m at rounded concentrations. The mean activity 
coefficients were then calculated from an equation resulting from the 
rearrangement of equation (23). That is
E° - (E + ■“  In m)
In y± = 2RT
F
The values given in Table X were taken directly from the computer.
In Chapter V the correction for the proper number of significant
figures will be discussed and applied for each system.
The primary medium effect as defined by Owen in equation (31) 
was calculated by means of the same equation. The E° values used for 
the calculations are those given in Table VIII. The values of the 
primary medium effect for each system at four temperatures are given 
in Table XI.
The secondary medium effects for given concentrations of hydro­
chloric acid were calculated from the values of the mean activity 
coefficients of monoglyme-water mixtures and the values given for
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TABLE X
MEAN'ACTIVITY COEFFICIENTS OF HYDROCHLORIC ACID IN MONOGLYME- WATER
MIXTURES AT 0°, 15°, 25° 
x = 0
AND 35°C.
m 0 ° 15° 25° 35°
. 1 .8027 .8000 .7964 .7918
.05 .8346 .8329 .8304 .8265
. 0 2 .8774 .8770 .87 55 .8731
. 0 1 .9065 .9055 .9048 .9025
.005 .9303 .9297 .9285 .9268
. 0 0 2 .9541 .9530 .9521 .9513
. 0 0 1 .9668 .9661 .9656 .9647
x = 8.68
m 0 ° 15° 25° 35°
. 1 .762434 .773578 .772959 .774911
.05 .800890 .811013 .811602 .816325
. 0 2 .854367 .862294 .863316 .868447
. 0 1 .889281 .895519 .896501 .900990
.005 .917597 .922356 .923190 .926829
. 0 0 2 .945458 .948678 .949290 .951869
. 0 0 1 .960536 .962893 .963357 .965285
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TABLE X (Cont.)
x = 17. 81
m 0° 15° 25° 35°
.1 .777016 .768455 .764539 .757101
.05 .825031 .812885 .804597 .789985
.02 .878566 .866953 .858151 .842844
.01 .909980 .900198 .892540 .879244
.005 .934170 .926409 .920219 .909466
.002 .957097 .951687 .947308 .939689
.001 .969199 .965187 .961916 .956221
x = 46.52
m 0° 15° 25° 35°
.1 .652744 .647653 .641982 .644336
.05 .709588 .708538 .706089 .710757
.02 .7 86444 .787499 .786992 .792056
.01 .836810 .838282 .838363 .842848
.005 .877989 .879438 .879740 .883419
.002 .918860 .920028 .920371 .923010




m 0° 15° 25° 35°
.1 .457020 .441169 .430431 .419083
.05 .532259 .514659 .495829 .479104
.0 2 .642736 .626159 .604797 .586713
.01 .720403 .705990 .686143 .669504
.005 .7 86954 .775116 .758138 .743942
.0 02 .855692 .847116 .834403 .823774
.001 .894279 .887778 .877988 .869796
x = 88.80
m 0° h-1 Ln. O 25° 35°
.1 .119026 .114699 .109467 .096798
.05 .153415 .148923 .145515 .130135
.02 .215500 .216236 .214903 .191023
.01 .287816 .292580 .292398 .262341
.005 .378719 .386508 .387145 .353227
.002 .512092 .521679 .522883 .488777
.001 .610168 .619595 .620899 .589831
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TABLE XI
PRIMARY MEDIUM EFFECTS OF MONOGLYME-WATER MIXTURES UPON 
HYDROCHLORIC ACID. COMPUTED PROM EQUATION (31).
x c= weight percent of monoglyme
X 0° 15° 25° 35°
8.68 0.086 0.067 0 . 0 5 8 0.055
17.81 0.114 0.112 0 .1 1 3 0.121
46.52 0.292 0.336 0 .3 6 2 0.385
67.03 0.672 0.761 0 .8 1 4 0.872
88.80 1.952 2.097 2 .141 2.257
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TABLE XXI
VALUES OF THE SECONDARY MEDIUM EFFECT OF MONOGLYME-WATER MIXTURES 
UPON HYDROCHLORIC ACID. COMPUTED FROM EQUATION (36).
x = weight percent of monoglyme
x = 8 . 6 8
m !j
oo 15° 25° 35°
. 1 -.022347 -.014583 -.012973 -.009362
.05 -.017902 -.011563 -.009942 -.005379
. 0 2 -.011551 -.007343 -.006085 -.002320
. 0 1 -.008327 -.004813 -.004001 -.000727
.005 -.005970 -.003444 -.002490 .000014
. 0 0 2 -.003951 -.001974 -.001283 .000260
. 0 0 1 -.002822 -.001444 - . 0 0 1 0 1 0 .000263
x = 17.81
m 0 ° 15° 25° 35°
. 1 -.014121 -.017468 -.017728 -.019458
.05 -.005007 -.010562 -.013706 -.019621
. 0 2 .000577 -.005003 -.008691 -.015314
. 0 1 .001664 -.002550 -.005924 -.011336
.005 .001803 -.001540 -.003890 -.008198
. 0 0 2 .001362 -.000599 -.002191 -.005333







.1 -.089794 -.091731 -.093591 -.089487
.05 -.070459 -.070217 - .070415 -.065510
.02 -.047521 -.046741 -.046277 -.042301
.01 -.034735 -.033492 -.033114 -.029693
.005 -.025130 -.024133 - .023423 -.020816
.002 -.016342' -.015289 -.014717 -.013109





.100000 -.244574 -.258438 -.267180 - .276265
.050000 -.195320 -.209035 - .223915 -.236770
.020000 -.135141 -.146288 -.160618 -.172607
.010000 -.099774 -.108070 -.120116 -.129671
.005000 -.072661 -.078962 - .088018 -.095430
.002000 -.047268 -.051141 -.057297 - .062498




m 0 ° 15° 25° 35°
. 1 0 0 0 0 0 -.828761 -.843377 -.861694 -.912587
.050000 -.735477 -.747495 -.756244 -.802704
. 0 2 0 0 0 0 -.609641 -.607962 -.609905 -.659859
. 0 1 0 0 0 0 -.498164 -.490555 -.490489 -.536484
.005000 -.390235 -.381116 -.379840 - -.418857
. 0 0 2 0 0 0 -.270197 -.261642 -.260231 -.289155
. 0 0 1 0 0 0 -.199851 -.192880 -.191742 -.213626
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hydrochloric acid in the aqueous system. The secondary medium effects
were calculated with the use of equation (36).
In order to calculate the relative partial molal quantities, 
and J i t  was necessary to express the electromotive forces in the 
form of equation (60). This was done by means of the curve fitting 
program described previously. Selected molalities were chosen and
the electromotive forces of these cells were fitted versus the
absolute temperature. The coefficients of the equation are given 
in Table XIII.
With the coefficients given in Tables IX and XIII the 
relative partial molal heat content, L^, and the relative partial 
molal heat capacity, J ^ , were calculated at selected molalities and 
at each temperature. All calculations were carried out on the computer.
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TABLE XIII
COEFFICIENTS OF THE EMPIRICAL EQUATION B L = a + bT + cT2  FOR
MONOGLYME-WATER MIXTURES
x = weight percent of monoglyme
x = 8 . 8 6
m a x 1 0 3 b x 1 0 3 c x 1 0 ^
Standard
Error
0.0973 4.78846 2.46756 -4.41348 0 . 0 0 0 2 2
.0584 -26.00587 2.76564 -4.79195 . 0 0 0 2 2
.00972 -68.14381 3.33762 -5.26455 .00016
.00583 -68.37941 3.41998 -5.25558 .00014
.001940 -70.79956 3.61504 -5.26736 . 0 0 0 1 1
x = 17.81





























m a x 1 0 3 b x 1 0 3 c x 1 0 ^
Standard
Error
0.1043 198.30267 1.40919 -3.37285 0.00009
.01040 232.07911 1.56055 -3.08316 .00003
.00417 244.05359 1.62303 -2.93502 .00008
.002080 251.15262 1.68652 -2.84430 .00008
x = 67.03































m a x 1 0 3 b x 1 0 3 c x 1 0 6
Standard
Error
0.1106 1004.39490 -4.16252 4.87370 0.00265
.0442 823.08418 -2.73212 2.42630 . 0 0 2 2 2
.01103 1039.18310 -3.99535 4.68487 .00207
.00441 1563.85440 -7.58186 11.13502 . 0 0 1 2 2
. 0 0 2 2 1 0 222.04616 1.95542 -5.50708 .00344
78
TABLE XIV
VALUES OF THE RELATIVE PARTIAL MOLAL QUANTITIES, L„ AND J . 










.0598 165 12 346 12 472 13 602 13
.00971 106 12 293 13 423 13 557 14
.00582 71 10 228 11 337 11 451 12
.001980 47 6 142 7 208 7 276 7
x = 67.03
0°







.0428 546 27 969 29 1264 30 1569 31
.01069 327 23 688 25 939 26 1199 26
.00428 213 17 478 18 661 19 852 19
.002140 158 13 354 13 491 14 632 14
CHAPTER V 
DISCUSSION AND CONCLUSIONS
The molalities of the various solutions were calculated from the 
volumetric data and the appropriate densities. For all mixed solvent 
systems except perhaps the 67.03 and 88.80 percent monoglyme mixtures, 
it seems reasonable to expect a maximum error of 0.4 percent or four 
parts per thousand. Great care was taken in the preparation of the 
solutions so this value would seem to be high and a better estimate 
is 0.1 to 0.2 percent. In the 67.03 and 88.80 percent monoglyme, 
the error is about 0.3 percent.
The experimental values for the electromotive forces of the cells 
have errors which vary with the particular system studied. The 8 . 6 8  
and 17.81 percent monoglyme-water systems had the least error of all 
systems. The error in the electromotive force values is estimated 
to be ±0 . 1  millivolt on the basis of the reproducibility of the cells 
and the fact that the criteria for a steady state was that readings 
taken over a half hour period varied by 0.1 millivolts or less. In 
each system the criterion for a steady state was the same but the 
reproducibility varied. The error for 46.52 percent monoglyme 
mixtures would be estimated at ±0.5 millivolts. In 67.03 and 88.80 
percent monoglyme the errors in the electromotive force values are 
estimated to be ±0 . 8  millivolts and ± several millivolts, respectively.
An examination of Tables I through VI shows that in each system 
and at every temperature a decrease in the molality results in a cor­
responding increase in the value of In addition, for cells of
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approximately the same acid concentration an increase in the monoglyme
composition results- in a decrease in E values. There seems to be
no regular trend in the E ^ values with a change temperature except
when given molalities of given solvent systems are considered.
2RTThe quantity E ^ g  + In m decreases with decreasing acid
concentration, and at the same acid concentration decreases with
increasing temperature.
Table VI gives the data obtained from cells containing 10 percent
by volume acetonitrile. The behavior of this system is irregular.
2RTRather than a decrease in the values of E , + ——  In m with decreasingobs F °
acid concentration, there is at first a slight decrease but then at the
lower acid concentrations there is an increase. In the monoglyme systems,
the decrease is consistent and according to theory this should be the
case also in the acetonitrile-water systems. This peculiarity plus
the fact that a satisfactory equilibrium condition was not attained
at the hydrogen electrode in acetonitrile-water mixtures suggests
that some process that uses, hydrogen ion is taking place. To see
how this might be the case notice again the following: The E ^
values increase with decreasing acid concentration. Furthermore,
2RTthe term ——  In m is negative enough to cause the quantity E ^  +
2RT In m to decrease with decreasing molality. The electromotive 
force of a cell is given by equation (2 2 ).
Eobs = E° - ^  l n V  ••••22
A molality which is actually less than the value expected would result 
in a higher E ^ value than expected. In dilute solutions, y_̂  will
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not change appreciably. A high value of Eqj)S would result in a high 
2R.TE , + “  In m value. It would seem then at low concentrationsobs F
that the molality is actually much smaller than it is. This would 
be the result if hydrogen ion were being used up by some process.
The puzzling question, however, is why aren't the higher concentrations 
affected. One possible answer is that the process itself is slow 
and uses up only a small fraction of the hydrogen ions available 
in the concentrated acid solutions. In the dilute acid concentrations, 
the fraction used is no longer small and greatly reduces the hydrogen 
ion concentration in solution, resulting in high E ^  values and high
v  L 2 R T  i i'E , + ——  In m values,obs F
In surveying possible chemical reactions which might occur between
acetonitrile and hydrogen ions, it was found that one possibility
was the hydrolysis of the acetonitrile to an amide or even to an
acid. Oneindication of a reaction was the dependence of the higher 
2RT^obs + ~F~ '*'n m va -̂ues uPon both the acetonitrile composition and
the temperature. Since the hydrogen electrode is so sensitive to
hydrogen ion, one interesting extension of this work would be the
study of the kinetics of the process. Presently some preliminary work
is being done to determine the products resulting from the process.
The error encountered in E° is a composite error consisting of
errors from at least two sources. The first source is in the values
2RTof the quantity E , + ~ r ~  In m. The second source is in the actualn J obs F
extrapolation process.
Consider the first source of error. The errors in transforming 
the values of the measured electromotive force to values corresponding
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to a hydrogen partial pressure of one atmosphere result from making
several assumptions concerning the behavior of the mixed solvent.
Since changes between values and the original electromotive
force values occurred mainly in the hundredths of millivolts place,
it would seem any error made by assuming the ideal behavior of the
solvent system would be negligible or outside the actual error in
the measurements. An error of 0.2 percent in the molality would give
2RTan error of about 0.0001 in the — In m term. The maximum errorr
2RTthen in the E , + ——  In m term would be 0.2 millivolts for theobs F
8 . 6 8  and 17.81 percent monoglyme systems. For the 46.52 percent
2RTsolutions, the error in the E + ——  In m term would be approximatelyobs r
0.4 millivolts, for 67.03 percent solutions about 1,0 millivolts and 
for the 88.80 percent solutions several millivolts.
The error brought about through the actual extrapolation process 
is. difficult to assess at the present time. A comparison of the 
extrapolations used in other studies with the extrapolations used in 
this study would be very helpful but is unavailable. It is hoped 
that such a comparison can be made in the near future. A few 
observations will give some insight into the problem of the error 
in the extrapolation process. An examination of figures 2 through 6  
shows that with increasing monoglyme composition the curvature of the 
plot becomes more pronounced. Any graphical extrapolation along a 
curved plot is subject to a high degree of error. In addition to 
this fact, the experimental points corresponding to the lowest 
molalities or more dilute acid solutions are experimentally the
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most uncertain measurements of all. As was noted previously, these 
were the most difficult measurements to make and with greater 
monoglyme concentration the difficulty increased. Thus in extra­
polations of this kind great care must be taken. To eliminate as
much of the graphical extrapolation error as possible,the method 
of least squares was used to find an equation which corresponded to 
the experimental data.
It would seem at this time that the greatest source of error found
o 2RTin the E values can be attributed to the error in the E , H— —  In mobs F
values. In Table VII,the E° values have been rounded to the tenths 
of millivolt place. For the values corresponding to monoglyme 
compositions of 8 . 6 8  and 17.81 percent, the error in E° would be 
about ±0.2 millivolts, for 46.52 percent about ±1,0 millivolts and 
for 88.80 ± several millivolts.
Before discussing other results it will be well to consider 
what has been done to the general study of mixed solvents by 
electromotive force methods with the use of the curve fitting 
program for extrapolation purposes. Most of the mixed solvent systems 
studied by the electromotive force method have been those systems, 
the dielectric constants of which have been previously determined.
In the process of finding a suitable solvent system for carrying out 
chemical reactions, one does not necessarily restrict himself to the 
limited number of systems, the dielectric constants of which have 
been determined. Consequently, it is of considerable value to be 
able to study the thermodynamics of hydrochloric acid in systems for 
which dielectric constants are not known. It has been shown that the
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curve fitting technique allows such studies to be carried out with 
elimination of some of the error previously encountered in graphical 
extrapolations.
It will be of benefit to discuss the equations whose coefficients 
are given in Table XIII. As has already been mentioned in Chapter 
II in discussing the relative partial molal quantities, an equation 
of the form
E = a + bT + cT2  ....60
is useful for the calculation of these quantities. Cells with
selected molalities were chosen for the study of the relationship
between the electromotive force and absolute temperature of the
cell. The values used for this study were those corresponding
2RTto the E , + —r—  In m values calculated from the equations used forobs F
extrapolation purposes. Since the cells were studied at only four 
temperatures, only four points were available for curve fitting.
An error in any one of these data could result in an equation 
differing greatly from the actual equation. Harned and coworkers 
(12-25) have studied cells at 5° intervals over a rather wide 
temperature range. With a larger number of temperatures, an error in 
one point would not cause as serious error as when only four points 
are used.
Table V in Chapter IV contains the actual values of the mean 
activity coefficients of hydrochloric acid in monoglyme-water mixtures 
as calculated from the empirical equations used for extrapolation 
purposes. The values as pointed out previously were taken directly 
from the computer. In trying to estimate the degree of error in
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the activity coefficient values, it is found that the error is composed
of the error in the measured electromotive force and the error in E°
2RTvalues due to the extrapolation. Because the E , + —r— In m valuesobs F
are smoothed values, there should be and is a consistent increase
in the activity coefficient values with decreasing concentration in
a given system at a given temperature. On the other hand, the
variation of the activity coefficient with temperature is somewhat
irregular. In the 17.81 and 67.03 percent monoglyme mixtures,
there is a decrease in the activity coefficients with increasing
temperature. In the other systems, there is no general trend. An
examination of the aqueous system in Table X (x = 0) and Tables A-l
through A-4 in the Appendix which contain values of other mixed solvents,
points out the following trend : The activity coefficient in all
cases decreases with increasing temperature. Presumably the same
trend should take place in monoglyme-water systems also, Harned
and coworkers (12-25) studied the cells at 5° intervals and over a
wide range of temperatures. They then smoothed the electromotive
force values by plotting E ^ values versus the temperature. Such
a smoothing of E ^  values would bring any divergent values into line.
Since a large number of temperatures were used, the smoothed values
are much better than those in this case where only four temperatures
were used. Harned and teen (3) state that an error of ±0.05 millivolts
in the measured electromotive force values corresponds to an error
of the order of 0.001 in the activity coefficient values. The error 
2RTin EQks + ~ Y ~ ln m values for 8 . 6 8  and 17.81 percent monoglyme 
mixtures were estimated to be ±0.2mv, for 46.52 mixtures ±0.4mv,
for 67.03 percent mixtures ±1.0 millivolts and for 88.80 percent 
mixtures ± several millivolts. These errors transmitted to the 
activity coefficients results in errors of 0.004, 0.008, 0.020 and 0.040. 
The values of the smoothed activity coefficients taking into account 
the appropriate errors are given in Table XV. It should be noted 
that the general trends previously mentioned all fall within the 
limit of experimental error in all the monoglyme-water systems. One 
additional observation will complete the activity coefficient discussion. 
A check of all mixed solvent systems shows that the mean activity 
coefficient of hydrochloric acid is always less than the value at 
the same concentration in pure water. Essentially what is being 
compared is the deviation from ideality, ideality being infinite 
dilution where it is assumed there are no ion-ion interactions. A 
lower dielectric constant of the solvent which corresponds to the 
addition of the organic solvent should result in greater deviations at 
the same concentration. Numerically this means that the activity 
coefficient is lower in the mixed solvent than in pure water. The 
mean activity coefficients at 0°C in the 8 . 6 8  percent monoglyme mixtures 
are not given in Table XV. A re-check on the experimental data indicated 
that the system was not at equilibrium. The 8 . 6 8  percent system was 
the first one studied and the 0°C temperature was the first temperature 
studied. For some reason, solutions at the lower temperature were 
very slow in coming to a steady state and the electromotive force 
values were not reproducible. However, in subsequent studies, a 
steady state was first attained at a higher temperature and then the
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TABLE XV
MEAN ACTIVITY COEFFICIENTS OF HYDROCHLORIC 
ACID-SMOOTHED VALUES FROM TABLE X
x = 8.68
m 15° 25° 35°
0 . 1 0.776 0.774 0.771
.05 .813 .812 .811
. 0 2 .864 .864 .864
. 0 1 .898 .898 .896
.005 .924 .924 .923
. 0 0 2 .951 .950 .948
. 0 0 1 .965 .964 .962 '
x - 17.81
m 0 ° 15° 25° 35°
1 .773 .766 .765 . 7 6 1
,05 .821 .811 .805 .794
. 0 2 .875 .865 .858 .847
, 0 1 .906 .898 .893 .881
,005 .930 .924 .920 .913
, 0 0 2 .953 .950 .947 .944
, 0 0 1 .965 .963 .962 .960
TABLE XV (Cont.)
x = 46. 52
m 0 ° 15° 25° 35°
0 . 1 0.655 0.648 0.642 .640
.05 .712 .709 .706 .707
. 0 2 .788 r-COr-*• .787 . 7 8 8
. 0 1 .839 .838 .838 .839
.005 .880 .879 .880 .879
. 0 0 2 .921 .920 .920 .919
. 0 0 1 .943 .942 .942 .940
x = 67 .03
m 0 ° 15° 25° 35°
0 . 1 0.46 0.44 0.43 0.42
.05 .53 .51 .50 .48
. 0 2 .64 .63 .60 .59
. 0 1 .72 .71 .69 .67
.005 .79 .78 .76 .74
. 0 0 2 . 8 6 .85 .83 .82




m 0 ° 15° 25° 35°
0 . 1 0.13 0 . 1 1 0 . 1 1 0 . 1 0
0.05 .16 .15 .15 .13
. 0 2 .23 . 2 2 . 2 1 .19
. 0 1 .30 .29 .29 .26
.005 .39 .39 .39 .35
. 0 0 2 .52 .52 .52 .49
. 0 0 1 .62 .62 .62 «59
90
lower temperatures. There was no trouble reproducing the measurements 
at 0°C after this change was made.
Table XI in Chapter IV lists the values of the primary medium 
effects in the various mixed solvent systems studied. The values 
were calculated by means of equation (31) and are given to the correct
number of significant figures. Previously the primary medium effect
s swas given as In yQ and expressed as In wY 0 ;j- ^or hydrochloric acid.
The primary medium effect is simply the mean activity coefficient
of hydrochloric acid at infinite dilution in the mixed solvent
referred to unity at infinite dilution in pure water. The smaller
values of the primary medium effects occur in systems containing
the lowest percentage of monoglyme. This indicates that addition
of small amounts of monoglyme does not appreciably change the
behavior of the medium upon the ions at infinite dilution. However,
as the percentage of monoglyme increases, the medium has a much
greater effect upon ions at infinite dilution. In addition, the
primary medium effect is a measure of the ease of transferring
hydrogen ion and chloride ion from infinite dilution in the aqueous
system to infinite dilution in the mixed solvent. The greater the
percentage of. monoglyme,the more work required for the transfer.
The secondary medium effects were calculated from the activity 
coefficients given in Table X according to equation (36). The values 
are given in Table XII. The values do not represent the smoothed 
activity coefficients as given in Table XV.
The relative partial molal heat content, L ^ , and the relative
partial molal heat capacity, J^, were calculated from equations (62) 
and (63) from the appropriate coefficients from Table XIII which 
represent equations of the form of equations (60) and (61). Only 
a partial list of the values are given in Table XIV. Some of the 
values obtained were not reasonable. There is a great deal of 
error involved in these values as was discussed in Chapter II. 
Therefore, it is not unexpected that some unreasonable results would 
be obtained. The values given in Table XIV,when compared with those 
of dioxane-water systems, show the same general trends.
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MEAN ACTIVITY COEFFICIENTS OF HYDROCHLORIC ACID 
IN DIOXANE-WATER MIXTURES (3)
x = weight percent of dioxane
x = 20
m 0° 10° 25° 30°
0.1 0.736 0.729 0.720 0.716
.07 .759 .753 .740 .740
.05 .780 .774 .763 .762
.02 .835 .830 .821 .820
.01 .872 .869 .862 .861
.007 .889 .886 .880 .880
.005 .902 .900 .896 .895'
x = 45
m 0° 10° 25° 30°
r—lDO 0.579 0.566 0.547 0.540
.07 .605 .593 .577 .570
.05 .637 .624 .607 .600
.02 .720 .707 .692 .686
.01 .776 . 7 66 .753 .747
.005 .824 .817 .808 .803





m 0° 10° 25° 30°
0.1 0.236 0.226 0.212 0.207
.07 .259 .249 .234 .229
.05 .283 .274 .258 .253
.02 .369 .359 .342 .336
.01 .446 . 436 .418 .413
.005 .530 .521 .505 .499
.003 .589 .582 .568 .563
.001 .719 .713 .700 .696
x - 82
m 5° 15° 25° 35°
.1 0.0506 0.0465 0.0429 0.0390
.07 .0563 .0521 .0484 .0441
.05 .0659 .0603 .0560 .0513
.02 .0946 .0878 .0822 .07 57
.01 .1259 .1176 .1105 .1023
.005 . 1674 .1561 .1479 .1380
.003 .2067 .1914 .1818 .1708
.001 .3063 .2843 .2698 .2540
TABLE A-2
MEAN ACTIVITY COEFFICIENTS OF HYDROCHLORIC ACID IN METHANOL-WATER
MIXTURES AT 0°, 25° AND 40°C (3)
N„ = mole fraction of methanol
■ 2
N2 - 0.0588
m 0° 25° 40°
0.1 0.790 0.780 0.772
.05 .825 .819 .812
.02 .872 .866 .861
.01 o 901 .897 .893
.005 .926 .922 .919
.002 .951 .948 .946-




0.1 0.771 0.762 0.751
.05 .814 .806 .798
.02 ,862 .856 .850
.01 .893 .888 .884
.005 .919 .915 .912
.002 .946 .943 .941
.001 .961 .959 .957
99
TABLE A-3
MEAN ACTIVITY COEFFICIENTS OF HYDROCHLORIC ACID IN 
GLYCEROL-WATEK MIXTURES. (3)
N^ mole fraction of glycerol










MEAN ACTIVITY COEFFICIENTS OF HYDROCHLORIC ACID IN 
ETHYLENE GLYCOL-WATER MIXTURES AT 25°C. (27)
x = weight percent of ethylene glycol
X
m
10 20 40 60
0.1 0.770 0.764 0.750 0.717
.05 .805 .799 .791 .763
.02 .851 .845 .843 a 820
.01 .871 .878 .876 .858
.005 .897 .911 .908 .892
.002 --- .942 .939 .926
.001 --- .959 .957 .946
TABLE A-5
VAPOR PRESSURES OF SOLVENTS
t°C________Monoglyme_______Water_____Acetonitrile
0 18mm 4.579mm 23mm
15 41mm 12.788mm
25 67mm 23.7 56mm
35 105mm 42.175mm 138mm
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